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The syntheses of copper and silver delafossite-type oxides from their constituent binary metal oxides,
oxide hydroxides and hydroxides, by low temperature (<210 °C) and low pressure (<20 atm) hydrothermal
reactions are described. Particular emphasis is placed on how the acid-base character of a constituent
oxide determines its solubility and therefore whether a particular delafossite-type oxide can be synthesized,
a strategy utilized by geologists and mineralogists to understand the conditions necessary for the synthesis
of various minerals. Thus, the geochemical and corrosion science literature are shown to be useful in
understanding the reaction conditions required for the syntheses of delafossite-type oxides and the
relationship between reactant metal oxide acid-base character, solubility, aqueous speciation, and product
formation. Manipulation of the key parameters, temperature, pressure, pH, and reactant solubility, results
in broad families of phase-pure delafossite-type oxides in moderate to high yields for copper, CuBO2 (B
) Al, Sc, Cr, Mn, Fe, Co, Ga, and Rh), and silver, AgBO2 (B ) Al, Sc, Fe, Co, Ni, Ga, Rh, In, and Tl).
1. Introduction
Delafossite, a copper and iron oxide mineral, was first
reported by Friedel in 1873 and named in honor of the French
mineralogist and crystallographer, Gabriel Delafosse.1 First
confirmed by Pabst2 as having the same structure as synthetic
CuFeO2,3 the delafossite structure is constructed from
alternate layers of two-dimensional close-packed copper
cations with linear O-Cu+-O bonds and slightly distorted
edge-shared Fe3+O6 octahedra. Furthermore, each oxygen is
coordinated by four cations (one Cu+ and three Fe3+).
Delafossites can crystallize in either a rhombohedral 3R-
(R3hm) or hexagonal 2H- (P63/mmc) polytype based on the
stacking of the alternating layers,4,5 Figure 1. This structure
type maintains the expected valences for the monovalent
A-site cations (Ag+, Cu+, Pd+, and Pt+) and trivalent B-site
cations (0.53 < r(B3+) < 1.03 Å).6,7 Recently, owing to their
application as catalysts,8-12 luminescent materials,13,14 bat-
teries,15 and transparent p-type conducting oxides,16-18
delafossite-type oxides have been studied intensely. The
specific cation combination for each delafossite-type oxide
determines its application. The A-site cations, Cu+ and Ag+
(d10 ions), are more appropriate for enhanced optical
transparency, while formal Pd+ and Pt+ (d9 ions)19,20 are
better choices for improved electrical conductivity. Owing
to the optical absorption from d-d electron transitions,
trivalent B-site cations suitable for transparency must possess
empty or closed d-electron shells (groups 3 and 13), while
partially filled d-electron shells (transition metals) find
application in batteries and catalysis.
The simple binary oxides of the noble elements palladium
(PdO), platinum (PtO2), and silver (Ag2O) decompose in air
at the temperatures of 800, 650, and 300 °C, respectively,
because of their low free energies of formation. As a result,
while delafossite-type oxides with copper on the A-site can
be synthesized readily by high-temperature solid-state reac-
tions, those with the noble metals containing palladium,
platinum, or silver are difficult to prepare in a single step
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Figure 1. Schematic representation of the delafossite structure (ABO2)
for the “3R” polytype (R3hm) with AaBbCcAa... stacking along the c-axis.
The “2H” polytype (P63/mmc) has an alternate AaBbAa... stacking sequence.
The polyhedra and spheres represent B3+O6 distorted octahedra and linearly
coordinated A+ cations, respectively.
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by solid-state syntheses because these oxides decompose in
open reaction systems before an appreciable reaction can
occur.21 To a certain degree, the difficulty normally encoun-
tered in the synthesis of mixed metal oxides of palladium,
platinum, and silver, specifically the delafossite-type oxides,
has been overcome using low-temperature and/or closed
reaction systems. For example, the first polycrystalline silver
delafossite-type oxide, silver ferrate (AgFeO2), was prepared
at low temperatures (100 °C) by Krause from the combina-
tion of a “meta-ferric hydroxide gel” (ç-FeOOH) and Ag2O
in a boiling NaOH solution.22 To prepare small single
crystals, Croft, Tombs, and England employed thin-walled
platinum tubes at higher temperatures (400 °C) and pressures
(2700 atm) to synthesize AgFeO2 from Ag2O and Fe2O3 and
therefore took advantage of a closed system (hydrothermal
conditions) to prevent decomposition of the Ag2O.23 Later,
Shannon, Rogers, and Prewitt reported the first comprehen-
sive study of three closed system syntheses (metathetical,
oxidizing flux, and hydrothermal) to generate numerous
single crystal and powder examples of the four different
classes of delafossite-type oxides, each incorporating a
different A-site cation: CuBO2 (B ) Al, Fe, Co, Ga, and
Rh), AgBO2 (B ) Cr, Fe, Co, Ga, Rh, In, and Tl), PdBO2
(B ) Cr, Co, and Rh), and PtCoO2.21 In general, the
techniques involved low temperatures (e.g., metathesis
reactions with formation of fused salt byproducts) or oxidiz-
ing conditions (e.g., oxidizing flux reactions) or a combina-
tion of both (e.g., hydrothermal reactions). The palladium
and platinum delafossite-type oxides were generated through
metathetical (PdCoO2, PdCrO2, PdRhO2, and PtCoO2), acidic
hydrothermal (PtCoO2) reactions, or high-temperature reac-
tions with elevated oxygen partial pressures (PdCoO2 and
PtCoO2). An in situ redox reaction between a mixture of
the pure metal and metal salt reactants (e.g., Pd and PdCl2)
was employed to generate the monovalent palladium and
platinum. Copper and silver delafossite-type oxides were
synthesized under basic hydrothermal conditions from a
combination of the monovalent A-site and trivalent B-site
reactants. Similar to the conditions employed by Croft,
Tombs, and England,23 the hydrothermal syntheses were
carried out at slightly higher temperatures (500-700 °C) and
pressures (3000 atm) in thin-walled platinum or gold tubes.21
The hydrothermal synthesis of crystalline copper delafos-
site-type oxides demonstrated that closed system syntheses
are not limited to the syntheses of noble metal delafossite-
type oxides only. Indeed, when compared to conventional
high temperature solid state chemical reactions, these closed
system syntheses offer a relatively low temperature approach
to the production of all four A-site cation delafossite-type
oxides. Subsequently, numerous syntheses of delafossite-type
oxides have relied on these metathetical (cation-exchange),24-28
oxidizing flux,29 and hydrothermal30 reactions. Shannon,
Rogers, and Prewitt noted various limitations, however, to
each of the three closed system techniques. First, in the case
of silver delafossite-type oxides the metathesis reactions often
lead to formation of highly stable metal halides (e.g., AgCl)
with little to no delafossite-type oxide obtained. An oxidizing
flux reaction, where the flux is removed with a postsynthetic
leaching step, results in higher yields of the delafossite phase
but the presence of a second phase (e.g., Ag2O), leached
out by nitric acid after the reaction, is also reported for some
compositions. For copper and silver delafossite-type oxides
high temperature and pressure hydrothermal reactions under
alkaline conditions is the most effective synthetic route,
especially with respect to reducing the amount of undesired
phases in the product. Following the pioneering work of
Shannon, Rogers, and Prewitt,21 we pursued the strategy of
lowering the temperature (<210 °C) and pressure (<20 atm)
required to synthesize copper and silver delafossite-type
oxides. In reviewing these efforts, we describe the effect
metal oxide solubility and aqueous cation speciation, con-
cepts historically rooted in geochemistry and corrosion
science, can have on preparative inorganic chemistry.
2. Hydrothermal Synthesis
While the field of hydrothermal chemistry has been
reviewed,31-33 it is beneficial to consider briefly the main
principles that underlie the concepts of a hydrothermal
reaction. Hydrothermal syntheses involve chemical reactions
in water above ambient temperature and pressure in a sealed
or closed system and are a special type of chemical transport
reaction that relies on liquid-phase transport of reactants to
nucleate formation of the desired product. Under autogenous
conditions, water functions both as a pressure-transmitting
medium and as a solvent. In a sealed vessel, the vapor
pressure of water increases as the temperature is raised above
its normal boiling temperature, but below its critical tem-
perature. The selected reaction temperature and the degree
of fill, or the percent of the reaction vessel free volume that
is filled with water at room temperature, determine the
prevailing experimental pressure.34 When water is used as a
solvent, the dielectric constant and viscosity are also
important. These decrease with rising temperature and
increase with rising pressure, the temperature effect pre-
dominating.35,36 Owing to the changes in the dielectric
constant and viscosity of water, the increased temperature
within a hydrothermal medium has a significant effect on
the speciation, solubility, and transport of solids. Therefore,
the hydration of solids and the hydrolysis and speciation of
aqueous cations at elevated temperatures, important concepts
in this chemistry, are reviewed, briefly, in the following
sections.
2.1. Metal Oxide Hydration and Aqueous Cation
Speciation. As a solvent, water typically complexes soluble
reactants and chemical transport of these complexes at
elevated temperatures leads to crystallite growth. The
behavior of solid metal oxides and their corresponding
cations in aqueous solutions is complex, but nonetheless
important to understand metal speciation under a wide range
of aqueous conditions, including hydrothermal conditions.37-39
Although at room temperature solid metal oxides are often
insoluble, the hydration of these solid metal oxides can occur.
A classic example is the alumina system with hydration
reactions relating solid corundum (R-Al2O3), boehmite (ç-
AlOOH), and gibbsite (ç-Al(OH)3), Scheme 1.40
In general, an increase in temperature and/or decrease in
pressure thermodynamically favors the less hydrated solid
oxide phases.39 Water can persist, however, in hydrous
structures at high temperature whether the hydrated phase
is stable or not relative to the pure oxide or a less hydrated
phase. Conversely, metal oxides can often persist in aqueous
solutions at low temperature and therefore not undergo
transition to the thermodynamically stable oxide hydroxide
or trihydroxide. In the latter instance, a hydrated layer on
the metal oxide surface prevents further nucleation of the
unstable phase (e.g., corundum is rapidly covered with a
series of amorphous AlOOH and Al(OH)3 surface layers
upon exposure to low pressure water vapor at room tem-
perature).38 The formation of these surface layers can
passivate the oxide and therefore influence its solubility.
Thus, it is important to establish which phase of a given
oxide phase is controlling the solubility of the metal of
interest in hydrothermal solutions. Interconversions between
solid phases, their surface layers, and the rate at which they
occur are controlled by the pressure, temperature, pH, and
aging time of the solid in the aqueous solution. In most cases,
the phase which controls the solubility can only be inferred
from observed solubilities under well-defined conditions.39
Metal oxide-water systems, such as aluminum and gallium,
are well-characterized. For other metal oxides, even for
important metal oxides such as iron and chromium, the
solubility-controlling phase can be difficult to ascertain.
In addition to these hydrated solid metal oxide phases,
there are also various aqueous metal species in solution. For
example, R-GaOOH when placed in strong acid solutions
forms the octahedral Ga(H2O)63+(aq) aquo metal complex. At
progressively higher pH values the solubility of R-GaOOH
is governed by stepwise hydrolysis reactions involving the
loss of a proton from an associated water to form a hydroxide
group, Scheme 2.41 During the sequence of successive
hydrolysis steps, the overall charge of the metal complex is
correspondingly reduced, and the resulting ions differ in their
chemical properties such as solubility, surface adsorption,
and reactivity.38 Thus, with increasing pH, Ga(H2O)63+
proceeds through the series of complexes shown in Scheme
2 until Ga(OH)4- dominates in strongly alkaline solutions,
and indeed a lowered coordination number may often be
present in anionic hydroxide complexes. Specifically, in basic
solutions the tetrahedral configuration is favored for the
hydroxide complexes of most trivalent cations (e.g.,
Ga(OH)4-).39 Furthermore, at moderate to high cation
concentrations, polynuclear hydrolysis species can also be
generated in solution.
In 1976, Baes and Mesmer provided a comprehensive and
quantitative review on the hydrolysis, speciation, and solubil-
ity of metal cations as related to their size, charge, and acid-
base character.37 Since then, many new techniques38 have
been developed to better characterize the behavior of metal
cation species in aqueous solution that build upon the basic
principles of metal cation speciation and hydrolysis, and how
they relate to solubility, outlined by Baes and Mesmer. Metal
cation speciation and the chemical behavior of these species
in aqueous solution are temperature, metal concentration, pH,
and Eh (the reduction-oxidation potential) dependent. With
metal oxides, which often are not soluble at room temper-
ature, dissolution rates and therefore solubility increase with
temperature. With pH, in general, metal oxide solubility
increases with strong acid and/or base concentration; how-
ever, the rate of dissolution, often different in acids versus
bases, varies for each metal oxide. Thus, the cationic metal
species concentration depends sensitively on the solution pH,
reflecting the Brønsted reactions with the waters of hydration.
Depending on the particular metal oxide, these bound aquo
ligands act as proton donors, protons acceptors, or both
(amphoterism) as a function of the solution pH,37 Scheme
2. The solubility of various metal oxides as a function of
pH has been described traditionally using the concept of
acid-base character, which is briefly reviewed below.
2.2. Metal Oxide Acid-Base Character. In terms of
qualitative chemical behavior at various pH, it is convenient
to classify oxides according to their acid or base character
in the aqueous system. Traditionally, metal oxides can be
classified as having acidic, basic, or amphoteric character,
based on the electronegativity of the cation.42,43 Basic oxides
such as group 1 and group 2 oxides are characterized by
strong ionic bonding and generally dissolve in acids.
Composed of nonmetals and less electropositive metals,
acidic oxides possess more covalent character and dissolve
in alkaline solutions. For transition metals, an increase in
charge of the cation leads to a more acidic oxide (e.g., MnO
is basic, Mn2O7 is acidic). The tendency of an oxide system
to dissolve in both acids and bases defines an amphoteric
oxide, Scheme 3.
While the classification of metal oxides as acids, bases,
or both (ampholytes) is a convenient way to represent the
aqueous behavior of an oxide and holds historical importance,
it can be difficult to discern the boundary between amphoteric
and acidic/basic oxides. Indeed, there is reason to suppose
that metal oxides possess some degree of both acidic and
basic character (amphoterism), but for the majority of metal
Scheme 1. Alumina System with Hydration Reactions
Relating Al2O3, AlOOH, and Al(OH)3
Scheme 2. At Progressively Higher pH, the Solubility of
r-GaOOH Is Governed by Stepwise Hydrolysis Species
Scheme 3. In Terms of Chemical Behavior, Oxides Are
Classified as Basic, Acidic, or Amphoterica
a (a) Basic oxides dissolve in acid, (b) acidic oxides dissolve in bases,
and (c) amphoteric oxides dissolve in both.43
oxides the dominant acidic or basic character overshadows
the opposing character. For example, there are metal oxides
whose basic properties dominate and therefore form insoluble
metal hydroxides in nonacidic, aqueous solutions; however,
in very strong bases these metal hydroxides will dissolve
slightly. This suggests that these metal oxides can also exhibit
some acidic and therefore amphoteric character in strong
bases. To resolve whether a metal oxide is amphoteric or
not, various methods have been used to assess “borderline”
metal oxides.44-46 With respect to our hydrothermal syntheses
in basic solutions, one particularly relevant assessment was
a study by Lewis and Anthony that defined an amphoteric
oxide as a metal oxide that dissolves in aqueous, alkaline
solutions to significantly absorb in the 200-400 nm UV-
visible region; otherwise, they were considered basic.47 The
absorption has been assigned to the oxygen ð-ð* electronic
transition of the complex, a dissolved metal hydroxide
species, [(Mx+)y(OH)z]xy-z(aq). In our study, Lewis and
Anthony’s correlation between solubility and amphoteric
character provides a metric to assess whether a metal oxide
would dissolve and therefore react. Indeed, metal oxides
defined as amphoteric generate delafossite-type oxides; basic
oxides do not react, but generate, as expected, stable metal
hydroxides. Lewis and Anthony studied 26 different ele-
ments. Six of the trivalent B-site cations utilized in the
present study were investigated (Al3+, Cr3+, Fe3+, Ga3+, In3+,
and Tl3+) and seven were not (Sc3+, Mn3+, Co3+, Ni3+, Y3+,
Rh3+, and La3+). In addition, neither of the monovalent A-site
cations (Cu+, Ag+) utilized here were studied by Lewis and
Anthony. For the metal oxides not investigated by Lewis
and Anthony, a combination of published alkaline solubility
data, speciation diagrams, and Eh-pH diagrams, at both
ambient and elevated temperatures, were consulted to
determine their solubility.
2.3. Speciation and Eh-pH (Pourbaix) Diagrams.
Speciation and Eh-pH diagrams are commonly used in the
areas of geochemistry and corrosion science where the
transport, solubility, speciation, and mineralization of metal
oxides in hydrothermal systems have been studied exten-
sively. Since aqueous solubility and cation speciation are
dependent on pH, the pH controls not only which solid phase
is formed but also whether one is formed at all. Speciation
diagrams, therefore, chart the different hydrolysis species of
a metal cation and their abundance as determined by the
solution pH. Furthermore, reactions in which elements adopt
various oxidation states are also dependent on the oxidation
potential of the solution in addition to the pH value. It is
important, therefore, to consider the charge on a cation since
the solubility, stability, and ligand lability of a metal cation
can be altered through changes in oxidation state. Eh-pH
diagrams are a useful way to summarize redox properties
and chemical speciation for reactions in which metals capable
of existing in different oxidation states participate. In Eh-
pH diagrams the reaction equilibria and dominant metal
species are plotted in relation to the redox potential and pH,
and thus can be seen as a map in the chemical space that
summarizes thermodynamic possibilities. Eh-pH diagrams
originally acquired significance in applications to corrosion
problems as exemplified by the research of Marcel Pourbaix;
thus, in the literature they are often called Pourbaix dia-
grams.48,49 The construction of such diagrams is discussed
in numerous literature sources.50,51
While most speciation and Eh-pH diagrams are con-
structed from experimental information collected under
ambient conditions, another important variable to consider
in constructing these diagrams is temperature because of the
effect on the solvent and the metal cation. Specifically, there
is considerable scientific and practical interest in the ap-
plication of Eh-pH diagrams at higher temperatures and
pressures toward preparative hydrothermal chemistry. The
construction of elevated temperature Eh-pH diagrams,
however, requires the necessary experimental data (e.g.,
Gibbs free energy, standard molar entropy, and specific heat
capacity) under hydrothermal conditions.52 Therefore, with
the exception of the common industrial (i.e., first-row
transition) and geological (i.e., main-group) element-H2O
systems, the existence of high temperature Eh-pH diagrams
for other element-H2O systems is incomplete. To overcome
this, numerous high temperature element-H2O systems have
been extrapolated from room temperature data.31 Although
limited by the uncertainty of extrapolated data above 150
°C,52 calculated Eh-pH diagrams can aid experimental
formulations by illustrating the trends in speciation as the
temperature increases.53
Thus, we enlisted high temperature solubility data and Eh-
pH diagrams to aid and understand the synthesis of both
copper and silver-delafossite-type oxides. For several metal
oxides (e.g., Sc2O3, Rh2O3, and Tl2O3) and oxidation states
(e.g., CoOOH and NiOOH) without high temperature data,
ambient temperature solubility data, if available, were used
and compared to metal oxides for which high temperature
data were known. A more comprehensive review of the
application of Eh-pH diagrams to preparative hydrothermal
chemistry, including examples of Eh-pH diagrams, has been
prepared by Rabenau.31
3. Experimental Section
3.1. Teflon Pouch Method. Prior to the 1980s, most hydrother-
mal syntheses utilized supercritical temperatures to generate single
crystals of inorganic solids.31 Owing to the corrosive nature of the
reaction solution and the possibility of contamination of the product
with material from the pressure vessel walls, it was often necessary
to fabricate the pressure vessel from carefully selected corrosion-
resisting and thermostable alloys. The advent of Teflon-lined
pressure vessels reduced both the cost and materials consideration
of hydrothermal reactions. Since Teflon tends to be porous,
isostatically treated pore-free poly(tetrafluoroethylene) (PTFE)
Teflon is used. Pressure vessels fabricated with PTFE Teflon are
functional within a limited temperature (<275 °C) and pressure
range (<340 atm). Thus, the vast majority of reactions are
performed in the subcritical regime at moderate temperatures (<250
°C) and autogenous pressures.
With standard PTFE Teflon-lined stainless steel pressure vessels,
one experiment per vessel can be performed, and exploratory
synthesis would require numerous vessels and consume a significant
amount of time. To overcome this obstacle, combinatorial explora-
tion can be employed to rapidly gain understanding of a chemical
reaction under hydrothermal conditions.54-56 Recently, a technique
was reported whereby multiple FEP Teflon pouches are employed
as individual reaction vessels placed within a single pressure vessel
of significantly larger size.57,58 The sealed pouches are semiperme-
able to water and air under reaction conditions, but not to the solid
materials. The operating temperature of FEP films, and thus the
reaction temperature, is limited to a maximum of 220 °C. The
advantage of the “Teflon pouch” technique is that it allows subtle
variations in reactant and mineralizer concentrations with a series
of analogous experiments to be performed in a single pressure
vessel, while maintaining other reaction variables constant such as
temperature, solvent concentration, and time.
3.2. Role of NaOH Mineralizer. If elevated temperatures alone
are insufficient to dissolve the solid reagents, then a mineralizer
can be added, whose ions form complexes with the solids and render
them more soluble. These solubilizing reagents include acids, bases,
and alkali salts. Traditionally, bases such as NaOH and KOH have
been used as mineralizers in the hydrothermal preparation of
delafossite-type oxides at higher temperatures and pressures.21,23
For example, the original syntheses of CuFeO259 and AgFeO222
incorporated a boiling NaOH solution. Both the conversion and
reaction rate increased with NaOH concentration, consistent with
the solubility of the constituent metal oxides and oxide hydroxides
increasing at higher pH. Furthermore, while acidic and basic
mineralizers increase the solubility of metal oxides by altering the
pH, it is also important to consider the effects of the corresponding
ions added in addition to protons or hydroxide ions. Complexation
of metals by ligands other than water and hydroxide can have
profound effects on the total solubility of metal oxides, influencing
the stability of dissolved cations at high temperatures.60 Specifically,
in the case of strong base mineralizers, there exists a general
disagreement on the stability of ion pairs of alkali metal cations
(i.e., Na+, K+) and metal complexes (i.e. Al(OH)4-) in basic
media.61 Thus, while the role of the alkali metal cations is unclear,
the primary role of the NaOH mineralizer in the synthesis of
delafossite-type oxides is to increase the solubility of the metal
complexes by increasing the hydroxide concentration.
In addition to functioning as a mineralizer, NaOH controls the
amount of water that enters the FEP Teflon pouch during the
reaction. NaOH is known to deliquesce, to become liquid, and to
dissolve through absorption of moisture from the air. Consequently,
it must be weighed quickly and efficiently to ensure that this does
not happen. Before use, NaOH pellets are ground into a fine powder
and heated in a vacuum oven at approximately 125 °C to remove
a large fraction of the water, thereby fusing the material. To weigh
accurately the NaOH, the mass must be broken into small particles.
Once the starting materials and the fused NaOH are weighed
properly and the pouch is sealed, there are only solid materials
inside. Water enters the FEP Teflon pouch once it becomes
permeable above 150 °C. The total amount of water entering each
Teflon FEP pouch at elevated temperatures is a function of both
the autogenous pressure generated and the amount of fused NaOH
in the pouch, with the latter predominating. As expected, with
respect to pressure, an increased temperature or water backfill
increases the amount of water in each of the pouches. If NaOH
mineralizer is not placed in the pouch, however, water will not
enter the pouch regardless of the reaction temperature because the
primary driving force for the passage of water into the pouch is
the presence of fused NaOH and its solvation.
The amount of fused NaOH added to the Teflon pouch prior to
the reaction allows for control over the final hydroxide concentration
and therefore the delafossite-type oxide product yield. The final
hydroxide concentration within the pouch is calculated knowing
both the amount of sodium hydroxide added to the sealed pouch
and the mass change of the pouch. The latter is attributed to the
amount of water permeating the FEP Teflon pouch once it becomes
porous at elevated temperatures. Measuring the pH of the backfill
(i.e., distilled water outside of the pouch) after the reaction to be
neutral (pH ) 7) confirms that there is no net diffusion of OH-
ions from the pouches. Although not a linear relationship, an
increased amount of fused sodium hydroxide results in a greater
final hydroxide concentration, Figure 2. Thus, the synthesis of each
delafossite-type oxide was attempted with varying amounts of fused
NaOH in individual Teflon pouches. The hydroxide concentrations
were then correlated with the mass yield of the products, as
determined by PXD, to establish the optimum range of hydroxide
concentrations where each delafossite-type oxide formed and where
they formed with the maximum yield.
Acidic mineralizers such as HNO3, HCl, and H2SO4 could not
be used because of their propensity either to incorporate anions
into the reaction or to react immediately with the starting materials
to form stable precipitates which did not react during the synthesis.
Specifically, these acids promoted the disproportionation of Cu2O
to copper metal and aqueous Cu2+ species, the latter stabilized by
the corresponding nitrates, chlorides, and sulfates.62 For the same
reason metal nitrates and halides, common hydrothermal precursors,
were avoided. From the standpoint of aqueous Cu+ chemistry, it
Figure 2. A graph showing how the hydroxide concentration inside the
FEP Teflon pouch increases, although not linearly, with the amount of dry,
fused NaOH added.
Figure 3. SEM images are shown for (a) a mixture of AgFeO2 crystallites
ranging in size from a few tenths of a micrometer up to 5 ím, (b) a
close-up view of some micrometer-sized hexagonal plates of AgNiO2, (c)
sub-micrometer crystallites of AgScO2, and (d) 3R-CuCrO2 crystallites,
where we observe PXD peak broadening, ranging in size from 100 to 500
nm, with the inset showing a close-up of some of the smallest 3R-CuCrO2
crystallites.
also should be noted that the Cu+ ion generated in acidic solutions,
with some coordinated water, has a different solubility and chemical
reactivity than Cu(OH)2- produced in alkaline solutions. As a result,
reactions involving common acidic mineralizers do not form
delafossite-type oxides. In addition, organic acids such as acetic
or oxalic acidic could not be used since they decompose to carbon
dioxide under hydrothermal conditions, which then reacts with water
and most soluble trivalent B-site cations to generate stable metal
carbonates.
3.3. Synthetic Procedure. All reactions were performed with
commercially available Cu2O (99.9% metals basis, Alfa Aesar) or
Ag2O (99.99% metals basis, Alfa Aesar) and the appropriate
(described later) sesquioxides, oxide hydroxides, or trihydroxides.
Copper- and silver-based delafossite-type oxides were synthesized
by adding an equimolar amount of both the A2O (A ) Cu and Ag)
and B2O3 (B ) Al, Sc, Mn, Fe, Ga, In, and Tl), BOOH (B ) Al,
Fe, Co, and Ni) or B(OH)3 (B ) Al, Sc, Cr, and Rh) totaling 0.80
g, with fused NaOH into a fluoro(ethylene-propylene) (FEP) Teflon
pouch according to Scheme 4, and sealed. Iron,63 cobalt,64 and
nickel65 oxide hydroxides and aluminum,40 chromium,66 and scan-
dium67 hydroxides were prepared as described in the literature
sources (see Supporting Information). All metal oxide hydroxides
and hydroxides were dried thoroughly to ensure accurate weighing
of mass amounts and to prevent prehydration of the sealed reaction
mixtures.
For any individual preparation, multiple pouches were placed
each in a 125-mL PTFE Teflon-lined pressure vessel (Parr
Instruments), which was then back-filled with 50 mL of distilled
water. The pressure vessel was then sealed and heated to 150 °C,
followed by a controlled incremental increase over 5 h to the desired
reaction temperature, from 175 to 210 °C depending on the
delafossite-type oxide. The maximum temperature was held constant
for 60 h with subsequent cooling to room temperature at 6 °C/h.
After the latter step, the pouch was opened and polycrystalline
delafossite-type oxide products were recovered by filtration, fol-
lowed by a deionized water rinse to remove any NaOH. All solids
collected were then dried at 80 °C for at least 12 h in a drying
oven.
3.4. Characterization. Syntheses to prepare copper- and silver-
based delafossite oxides, A+B3+O2 where B3+ ) Al, Sc, Ti, V, Cr,
Fe, Mn, Co, Ni, Ga, Y, Rh, In, La, and Tl, result in single-phase or
multiphase samples as determined by powder X-ray diffraction
(PXD). PXD data for the samples, to confirm phase formation and
extent of purity, were collected every 0.05° for 10° < 2ı < 80° on
a Rigaku XDS 2000 diffractometer with Ni-filtered Cu KR radiation
(ì ) 1.5418 Å). Polycrystalline samples of CuBO2 (B ) Al, Sc,
Cr, Mn, Fe, Co, Ga, and Rh) and of AgBO2 (B ) Al, Sc, Fe, Co,
Ni, Ga, Rh, In, and Tl) form under hydrothermal conditions in basic
solutions. Tables 1 and 2 summarize which combinations of A-
and B-site metal oxides form a single phase according to PXD.
The PXD patterns of pure phase delafossite-type oxide samples
can be indexed as either the 3R (R3hm) or 2H (P63/mmc) delafossite
polytype, or a mixture of both. Where available, the PXD patterns
were matched to their respective JCPDS files using the Jade
software suite,68 Table 3. Delafossite-type oxides not having a
JCPDS file were matched to calculated PXD patterns generated
from published crystallographic data by the PowderCell software
suite,69 Table 4.
A significant intensity enhancement for the (00l) reflections in
the patterns suggests microstructures with a preferred c-axis
orientation of the grains, which is typical of the majority of the
delafossite-type oxides prepared by this method. Electron micros-
copy studies of delafossite-type oxides were carried out using an
Hitachi S-4500 scanning electron microscope (SEM). The SEM
Scheme 4. Reaction Scheme between the Monovalent A-Site
Cation Metal Oxide and the B-Site Cationa
a (a) Sesquioxide, (b) oxide hydroxide, or (c) trihydroxide to form
delafossite-type oxides.
Table 1. Reaction Conditions and Product for the Attempted
Synthesis of Certain Copper Delafossite-Type Compounds
reactants
NaOH
(M)
temp
(°C)
time
(h) product(s)a
Cu2O + CuO +Al + Al2O3 0.9 210 60 CuAlO2 (3R)
Cu2O + 2Sc(OH)3 2.5 210 60 CuScO2 (2H, 3R)
Cu2O + Ti2O3 1.0 210 60 Cu, TiO2
Cu2O + V2O3 1.0 210 60 Cu, V2O5
Cu2O + 2Cr(OH)3 2.5 210 60 CuCrO2 (3R)
Cu2O + 2FeOOH 1.5 210 60 CuFeO2 (2H, 3R)
Cu2O + Mn2O3 1.5 210 60 CuMnO2 (C2/m)
Cu2O + 2CoOOH 2.0 210 60 CuCoO2 (3R), Co3O4
Cu2O + 2NiOOH 2.0 210 60 CuO, NiO
Cu2O + Ga2O3 0.5 210 48 CuGaO2 (3R)
Cu2O + Y2O3 2.5 210 60 Cu2O, Y(OH)3
Cu2O + 2Rh(OH)3 2.5 210 60 CuRhO2 (3R)
Cu2O + In2O3 2.5 210 60 Cu2O, In(OH)3
Cu2O + La2O3 2.5 210 60 Cu2O, La(OH)3
Cu2O + Eu2O3 2.5 210 60 Cu2O, Eu(OH)3
Cu2O + Tl2O3 2.5 210 60 Cu2O, Tl2O3
a As determined by PXD.
Table 2. Reaction Conditions and Product for the Attempted
Synthesis of Certain Silver Delafossite-Type Compounds
reactants
NaOH
(M)
temp
(°C)
time
(h) product(s)a
Ag2O + Al2O3 0.9 210 60 AgAlO2 (3R)
Ag2O + 2Sc(OH)3 2.5 210 60 AgScO2 (2H, 3R)
Ag2O + Ti2O3 1.0 210 60 Ag, TiO2
Ag2O + V2O3 1.0 210 60 Ag, V2O5
Ag2O + 2Cr(OH)3 2.5 210 60 Ag, CrO42-(aq)b
Ag2O + Mn2O3 1.5 210 60 Ag, NaxMnO2âyH2O
Ag2O + 2FeOOH 1.5 180 60 AgFeO2 (2H, 3R)
Ag2O + 2CoOOH 2.0 210 60 AgCoO2 (3R), Co3O4
Ag2O + 2NiOOH 2.0 210 60 AgNiO2 (2H, 3R)
Ag2O + Ga2O3 0.2 180 48 AgGaO2 (3R)
Ag2O + Y2O3 2.5 210 60 Ag2O, Y(OH)3
Ag2O + 2Rh(OH)3 2.5 210 60 AgRhO2 (3R)
Ag2O + In2O3 1.0 180 48 AgInO2 (3R)
Ag2O + La2O3 2.5 210 60 Ag2O, La(OH)3
Ag2O + Eu2O3 2.5 210 60 Ag2O, Eu(OH)3
Ag2O + Tl2O3 2.5 210 60 AgTlO2 (3R), Tl2O3, Ag
a As determined by PXD. b As determined by UV-vis absorption.
Table 3. Delafossite-Type Oxides Matched to Their Respective
JCPDS Files in the Jade Software Suite
delafossite-type
oxide
JCPDS
card number
space
group a (Å) c (Å)
CuAlO2 35-1401 R3hm 2.857 16.943
CuScO2 40-1038 P63/mmc 3.223 11.413
CuScO2 79-0599 R3hm 3.216 17.089
CuCrO2 74-0983 R3hm 2.975 17.096
CuFeO2 79-1546 P63/mmc 3.035 11.449
CuFeO2 39-0246 R3hm 3.035 17.162
CuGaO2 41-0255 R3hm 2.976 17.158
AgFeO2 25-0765 P63/mmc 3.039 12.395
AgFeO2 75-2147 R3hm 3.039 18.595
AgCoO2 25-0761 R3hm 2.859 18.26
AgNiO2 49-0666 R3hm 2.939 18.37
AgInO2 21-1077 R3hm 3.277 18.877
images in Figure 3 illustrate that the particle sizes for delafossite-
type oxide crystallites prepared in this study can range from 100
nm to a few micrometers. In addition, the presence of trace amounts
of metallic silver detected by PXD in the silver delafossite-type
oxide products is not surprising as it has been evidenced in previous
attempts at silver-based delafossite-type oxides.25,70-74 Our prior
TEM studies of samples from several commercial vendors reveal
Ag2O to be the source of the silver impurity.75
4. Synthesis of Delafossite-Type Oxides
As summarized by Rabenau,31 for decades geochemists
and mineralogists have used their knowledge of the dominant
aqueous species at a given pH, oxidation potential, and
temperature to interpret the solubility of reactants in elevated
temperature aqueous systems, and to thus provide rationale
for mineral formation in hydrothermal environments. In
preparative hydrothermal chemistry, therefore, it is also
beneficial to understand the solubility of each constituent
metal oxide as related to the reaction conditions.
The delafossite-type oxides, owing to the large number
of possible B-site cations, enable the study of how the
aqueous chemistry of individual elements influences product
formation, or lack thereof, in hydrothermal syntheses.
Essentially, we seek to exploit the speciation of metal oxides
and their associated aqueous complexes to determine why
certain delafossite-type oxides form and a few others do not.
In this paper, we observe that achieving a minimum solubility
(10-4 mol/L) for the reactant oxides at the reaction
temperature is a necessary condition for a hydrothermal
reaction to occur. Furthermore, we illustrate several key
factors that enhance the product mass yield of delafossite-
type oxides: (1) increasing the acidic character of the A-,
B-site constituent metal oxide or both; (2) elevating the
NaOH mineralizer concentration in syntheses that involve
B-site constituent metal oxides with more basic character;
and (3) choosing the most soluble B-site metal oxide
precursor (i.e., metal oxide, oxide hydroxide, or trihydroxide).
Our observations and results follow and build on those
previously established by Shannon, Rogers, and Prewitt.21
In the following sections we review solubility data for each
A-site and B-site constituent oxide involved in our syntheses
and discuss how they relate to the formation, or equally
important the lack thereof, of each (see Tables 1 and 2)
delafossite-type oxide.
4.1. A-Site Cations. The solubility of monovalent copper
and silver oxides plays an essential role in formation of all
the delafossite-type oxides. The acidic character of the group
11 oxides increases as one descends the periodic table from
copper to gold, and therefore the enhanced acidic character
of Ag2O compared to Cu2O translates into a higher solubility
in bases for Ag+ ions compared to Cu+ ions. Furthermore,
unlike Cu+ ions, which can disproportionate, aqueous Ag+
hydroxide species (i.e., Ag(OH)2-) are stable at room
temperature. As will be demonstrated by multiple examples
and comparisons, the increased aqueous solubility of Ag+
ions compared to Cu+ ions not only plays an important role
in reducing the maximum temperature and time required to
form the silver delafossite-type oxide phases but also
generates silver delafossite-type oxides that did not form
analogous copper delafossite-type oxides with the same
B-site cation.
Copper. In aqueous solution at room temperature and
ambient pressure, Cu+ ions disproportionate to Cu2+ ions
and copper metal.76,77 At elevated temperatures, however,
the stability of aqueous Cu+ species increases because the
decreased water dielectric constant destabilizes the more
highly charged Cu2+ ion, thereby reducing the driving force
for disproportionation.62 An important feature of the Teflon
pouch synthesis, therefore, involves the FEP Teflon pouch
remaining impermeable to water until 150 °C, thereby
preventing the aqueous disproportionation of Cu+ species
at lower temperatures. Some quantitative experimental
information is available on Cu2O in basic solutions at
elevated temperatures. Above 100 °C at alkaline pH, Cu2O
dissolves to form the stable, soluble Cu(OH)2- species.78-80
Cu+ ions, although stable, are limited in their solubility in
alkaline aqueous media, with an estimated maximum of
[Cu+]  10-4 M at 200 °C.
SilVer. In contrast to Cu+ ions, the monovalent oxidation
state of Ag+ is stable in water at room temperature, and the
amphoteric character of Ag2O has been demonstrated.81-83
In strong bases Ag+ ions exist primarily in the form of
soluble Ag(OH)2- species. As the temperature increases, Eh-
pH diagrams also demonstrate that the region of stability
for Ag(OH)2- becomes greater, so it is possible for higher
concentrations of Ag(OH)2- to be present at a given pH.84
Ag+ ions have a significantly higher aqueous alkaline
solubility when compared to Cu+ ions, with a maximum
concentration of [Ag+]  10-2.5 mol/L at 200 °C, an
impressive 30-fold increase. Another important change in
the Eh-pH diagrams with an increase in temperature is that
the evolution of oxygen from Ag2O to form silver metal
becomes more favorable. Although closed system syntheses
reduce the likelihood of spontaneous Ag2O decomposition,
we notice in combination with particular B-site cations,
which can undergo oxidation, that a redox reaction occurs
(see section on transition metals).
4.2. B-Site Cations. With regard to the delafossite-type
oxides, Shannon, Rogers, and Prewitt proposed that the
oxidized state of the noble A-site metal, particularly pal-
ladium, platinum, and silver, is “apparently” stabilized by
the basicity of the companion B-site cation metal oxide.21
As alluded to previously and summarized below for each
individual metal cation, we demonstrate that the acidity of
the B-site metal oxide, oxide hydroxides, and hydroxides
Table 4. Delafossite-Type Oxides Matched to Simulated PXD
Patterns in the Powdercell Software Suite
delafossite-type
oxide
space
group a (Å)a c (Å)a reference
CuCoO2 R3hm 2.8488 16.920 21
AgAlO2 R3hm 2.890 18.27 21
AgScO2 R3hm 3.2112 18.538 21
AgScO2 P63/mmcb 3.211 12.359 21
AgNiO2 P63/mmcb 2.939 12.25 72
AgGaO2 R3hm 2.9889 18.534 21
AgTlO2 R3hm 3.568 18.818 21
a The lattice parameters are from the listed literature sources and
references therein. b Where only the 3R structure is reported in the literature,
the unit cell parameters have been converted to the 2H form prior to
calculating the simulated PXD pattern.
allows them to dissolve in the form of metal hydroxospecies,
[B(OH)y]3-y(aq), at elevated temperature and alkaline, aqueous
conditions and therefore to undergo reaction. Although the
basic character of the majority of the B-site metal oxides is
well-known, the acidic character of the B-site metal oxides,
which is only revealed in strongly alkaline solutions (>1
M), is important to the formation of delafossite-type oxides.
Copper and silver delafossite-type oxide products, therefore,
result from a reaction between the soluble A-site and B-site
cation metal oxide/hydroxide species. In contrast, the most
basic B-site cation metal oxides form the insoluble and
unreactive trihydroxides, and no delafossite-type oxide
product results. In general, the B-site metal oxides can exist
as either oxides (B2O3), oxide hydroxides, (BOOH) or
trihydroxides (B(OH)3). In this paper, when not referring to
a specific form of the metal oxide, for the sake of simplicity,
the general term metal oxides is used (e.g., gallium oxides
refer to all forms of Ga2O3, GaOOH, and Ga(OH)3).
4.2.1. Group 3 Metal Oxides. All the group 3 copper
delafossite-type oxides (CuScO2, CuYO2, and CuLaO2) were
synthesized previously by high temperature reactions between
Cu2O and the corresponding sesquioxide.85,86 Prior to our
synthesis of both CuScO2 and AgScO2, only AgScO2 had
been hydrothermally synthesized by Shannon, Rogers, and
Prewitt.21 The reaction of only scandium oxides among the
group 3 metal oxides is not surprising as the group 3 oxides
have considerable basic character with the basicity increasing
for the heavier elements. Yttrium and lanthanum oxides,
therefore, are too basic to be significantly soluble in alkaline
solutions and form insoluble hydroxides.
Scandium. Similar to the other group 3 metals yttrium and
lanthanum, scandium only exists in the trivalent state in
solution and its oxides exhibit strongly basic character;
however, unlike the heavier group 3 metals, scandium oxides
also exhibit amphoteric character.37 This is because Sc2O3,
ScOOH, and Sc(OH)3 possess acidic character, although
weak, that when combined with their dominant basic
character they can be classified as “weakly amphoteric”. The
solubility of Sc(OH)3 scales with base concentration and
therefore requires considerable aqueous concentrations of
hydroxide (>10 M) to be appreciably soluble at ambient
temperature, with a maximum of [Sc3+] ) 5  10-2 mol/L
in 11 M sodium hydroxide solution.87 Above the hydroxide
concentration at which Sc3+ ions are at their maximum
solubility, the formation in strong bases of crystalline alkali
metal hydroxoscandates, Na3[Sc(OH)6]â2H2O and K2[Sc-
(OH)5(H2O)]â3H2O, are further indication that soluble hy-
droxoscandate species, [Sc(OH)n]3-n(aq), predominate in very
basic solutions.
In the current study, Sc(OH)3 was reacted with Cu2O and
Ag2O to generate the analogous delafossite-type oxides. It
is not known if the Sc(OH)3 transforms into ScOOH before
it undergoes reaction since R-ScOOH is the stable form of
solid scandium oxide in hydrothermal systems above 150
°C.67 Regardless, we chose Sc(OH)3 as the reactant because
Sc2O3 does not react with Cu2O and is slow to undergo
transition via hydration, to the more reactive hydrated phases,
ScOOH and/or Sc(OH)3. The optimized sodium hydroxide
concentration is 2.0 and 2.5 M for the synthesis of AgScO2
and CuScO2, respectively, where at room temperature
scandium has a reported solubility of [Sc3+]  10-4 mol/
L.87 Both the CuScO2 and AgScO2 product contain a mixture
of the 2H- and 3R-polytypes. While phase-pure AgScO2
results (Figure 4) unreacted ScOOH remains in the CuScO2
product. This result can be attributed to the greater solubility
of Ag+ ions than Cu+ ions. At lower hydroxide concentra-
tions (<2.0 M) no CuScO2 forms and the AgScO2 reaction
also contains unreacted ScOOH. At greater hydroxide
concentrations (>2.5 M), there is an increase in the dissolu-
tion of the ScOOH reactant; however, the CuScO2 yield does
not appreciably increase. Instead, the water in the FEP Teflon
pouch turns blue, consistent with the enhanced hydroxide
concentration, allowing oxygen inside the pouch to oxidize
some fraction of the Cu+ to Cu2+. A 1.0 h soak in 0.5 M
HNO3 at ambient temperature removes any ScOOH from
the product while avoiding significant dissolution of the
CuScO2.
Yttrium and Lanthanum. Yttrium and lanthanum oxides
are characterized by predominantly ionic bonding because
of the greater differences in electronegativity between the
rare-earth cation and oxide anion, resulting in strongly basic
character. Consequently, the solubility of yttrium and lan-
thanum oxide in aqueous alkaline solutions is negligible, even
at elevated temperatures, and both yttrium and lanthanum
oxide readily hydrolyze to generate the stable, insoluble
trihydroxide in water.88,89 It was not surprising, therefore,
that over the range of temperatures (170-210 °C) and
hydroxide concentrations (0.2-2.5 M) employed in this study
neither Cu2O nor Ag2O undergo reaction with Y2O3 or La2O3
to yield delafossite-type oxides.
4.2.2. Group 13 Metal Oxides. While copper delafossite-
type oxides containing the lighter group 13 elements, CuBO2
(B ) Al and Ga), have been synthesized by high temperature
solid-state reactions,90 Shannon, Rogers, and Prewitt were
the first to synthesize the silver delafossite-type oxides with
group 13 B-site cations, AgBO2 (B ) Ga, In, and Tl).21 In
the present study, at low temperatures both copper, CuBO2
(B ) Al and Ga), and silver, AgBO2 (B ) Al, Ga, In, and
Tl), delafossite-type oxides were generated, as expected. As
will be discussed later, these results are consistent with the
general trend of progressively decreasing acidic character
Figure 4. The PXD pattern of the AgScO2 product consists of a mixture
of both the 00l-ordered (*) 2H- and 3R-polytypes. Calculated positions,
both indexed and indicating relative intensities, are shown for 2H-AgScO2
and 3R-AgScO2.21
and decreasing solubilities of the group 13 oxides in the series
aluminum to thallium.
Aluminum. Aluminous phases (e.g., Al2O3, AlOOH, and
Al(OH)3) are often cited as the classic examples of oxides
exhibiting amphoteric character. Solubility data across a
broad range of pH and temperatures confirm that aluminous
minerals indeed possess amphoteric character.91-93 The
solubility of alumina increases with an increase in temper-
ature and pH, and under alkaline conditions (pH > 9), the
aqueous aluminum species Al(OH)4- predominates, achiev-
ing a measured solubility of [Al3+]  10-1 mol/L at 200 °C
in 0.5 M hydroxide concentration.93
In the present study, phase-pure 3R-AgAlO2 forms in a
direct reaction between Ag2O and AlOOH at a moderate
hydroxide concentration (1 M) (Figure 5), yet the highest
mass yield for a reaction between Cu2O and AlOOH is
60% 3R-CuAlO2. In the synthesis of CuAlO2, the alumi-
nous mineral source, corundum (R-Al2O3) vs boehmite (ç-
AlOOH), vs gibbsite (ç-Al(OH)3), affects the product mass
yield; both boehmite and gibbsite afford an increased product
yield compared to corundum. This is clearly a kinetic effect
since gibbsite is not stable in aqueous solution above 80 °C,
nor is corundum below 380 °C; therefore, they both are
transformed to boehmite at the reaction temperature of 210
°C. The different aluminous sources react at a different rate,
however, because the reaction occurs over a finite time period
(60 h), and the phase transformation to boehmite is not
spontaneous. Indeed, in the straightforward stoichiometric
reaction of Cu2O with aluminous minerals this was evidenced
by the presence of boehmite in the 3R-CuAlO2 product,
regardless of the starting material, except in the case of
corundum where a mixture of boehmite and corundum is
detected. Longer reaction times result in complete dissolution
of all alumina reactants, as determined by inductively coupled
plasma atomic emission spectroscopy (ICP-AES) of the water
inside the pouch. However, a portion of the Cu2O reactant
still remains in the 3R-CuAlO2 product. Our previously
reported syntheses of phase-pure 3R-CuAlO2 incorporated
a redox reaction between a mixture of Cu2O/CuO and Al/
Al2O3 at 210 °C.94
Gallium. Below aluminum in the periodic table, gallium
oxides exhibit many similar chemical properties, including
amphoteric character. Lewis and Anthony47 reported a
significant optical absorption for Ga(OH)3 dissolved in
aqueous, basic media, and various metal hydroxogallates,
such as NaGa(OH)4, have been isolated under similar
conditions.95 Both of these observations are consistent with
the formation of an aqueous soluble gallate ion, Ga(OH)4-.
In fact, gallium oxides are not ideal ampholytes since
solubility data collected at both ambient and elevated
temperatures demonstrate that their acidic properties are more
marked than the basic properties.96 This agrees well with
Ga(OH)4- having a solubility on the order of [Ga3+]  1
mol/L at 200 °C in 0.5 M hydroxide solution, a magnitude
greater than aluminum under similar conditions.41 As a result
of the high solubility of gallate ion, in the present study both
3R-CuGaO2 and 3R-AgGaO2 both form phase pure at 180
°C, the lowest temperature with respect to all delafossite-
type oxides synthesized, and at very low hydroxide concen-
trations (0.2 M) by reaction of Cu2O or Ag2O, respectively,
with Ga2O3.
Indium. In contrast to the lighter group 13 metal oxides
Al2O3 and Ga2O3, In2O3 does not dissolve readily in alkaline
media at elevated temperatures. While extensively studied,
there exists a general disagreement on the exact solubility
of indium oxides in basic media.97 A general consensus can
be reached, however, that defines In3+ ions as more soluble
in acid than in base. Lewis and Anthony support this
consensus by defining In(OH)3 as “very slightly amphoteric”,
owing to the minimal optical absorption of the aqueous
species generated from the dissolution of In(OH)3 in 3 M
KOH.47 Polarographic methods,98 and crystalline hydrox-
oindates Na3[In(OH)6]â2H2O, K3[In(OH)6]â2H2O, and Rb2-
[In(OH)5(H2O)]99 isolated from solutions of In(OH)3 in
concentrated alkali, provide evidence for the presence of
indate ions, [In(OH)n]3-n(aq). Ivanov-Emin et al. report In-
(OH)3 having a maximum ambient temperature alkaline
solubility of [In3+]  6  10-2 mol/L at a sodium hydroxide
concentration of 11.0 M, a result similar to that of weakly
amphoteric scandium.100 Although both Sc3+ and In3+ ions
have similar maximum concentrations at very high sodium
hydroxide concentrations (>10 M), at hydroxide concentra-
tions attainable in the Teflon pouch technique (1 M) In3+
solubility at room temperature [In3+]  10-5 mol/L is a
magnitude lower than that of Sc3+ ions.87 As a result, while
in the present study phase-pure 3R-AgInO2 readily forms in
the reaction of Ag2O with In2O3 at 180 °C, CuInO2 does not
form. Instead, the reaction between Cu2O and In2O3 at 210
°C results in the conversion of all the In2O3 into In(OH)3. A
direct reaction between Cu2O and In(OH)3 also does not yield
CuInO2. The presence of In(OH)3 in the product, In3+ ion
solubility data, and the lack of CuInO2 product, even at
substantial sodium hydroxide concentrations (2.5 M),
would suggest that In(OH)3 is too basic in character to
dissolve at the minimum level required for a hydrothermal
reaction with the slightly soluble Cu+ ions. In contrast, more
amphoteric Ag2O, which has a greater solubility, overcomes
this constraint and forms 3R-AgInO2.
Thallium. Following the group trend, Tl2O3 and Tl(OH)3
exhibit the most basic character of all the group 13 elements.
Their solubility also remains the least studied of the group
Figure 5. The PXD pattern of the 3R-AgAlO2 product has enhanced 00l-
ordered reflections consistent with preferred crystalline orientations along
the c-axis. Calculated positions, both indexed and indicating relative
intensities, are shown for 3R-AgAlO2.21
13 metal oxides because of their limited use and high toxicity.
Ivanov-Emin et al. demonstrated that Tl(OH)3 has the lowest
maximum ambient temperature solubility in strong bases
(12 M) when compared to aluminum, gallium, and indium
hydroxides.101 At hydroxide concentrations more representa-
tive of the present experimental conditions (<2.5 M), the
room temperature solubility of Tl3+ species is slightly lower
than that of In3+ ions, but still around [Tl3+]  10-5 mol/L.
In the current study, the reaction between Tl2O3 and Ag2O
at 210 °C and high hydroxide concentration (2.5 M) results
in a 50% mass yield of 3R-AgTlO2 with Tl2O3 and silver
metal, from the decomposition of unreacted Ag2O, compris-
ing the rest of the product. As expected, CuTlO2 does not
result in a reaction between Cu2O and Tl2O3 under similar
conditions. As before, the formation of AgTlO2, but not
CuTlO2, correlates well with the higher solubility of Ag+
versus Cu+ ions. Owing to the low solubility of Tl2O3
compared to the other group 13 metal oxides and therefore
the longer reaction time required to obtain a significant mass
yield of AgTlO2, we could not generate phase-pure AgTlO2
because a fraction of the Ag2O decomposed to silver metal
before reacting with poorly soluble Tl2O3.
It should be noted that Tl2O3 is toxic and should be handled
with care. Owing to the toxicity of Tl2O3 and the porosity
of PTFE Teflon liners at elevated temperatures, the reactions
between Cu2O or Ag2O and Tl2O3 at various hydroxide
concentrations (0.5-2.5 M) was limited to one set of
reactions, and the Teflon liner was subsequently disposed
of, to avoid the hazard of permanent contamination of the
reactor. Based on our observations with other sesquioxides,
the product yield of AgTlO2 may be improved by utilizing
a Tl(OH)3 reagent instead of Tl2O3 in the reaction with Ag2O.
These experiments would discern whether the mass yield of
AgTlO2 is limited by the transition between Tl2O3 and Tl-
(OH)3 and/or TlOOH, which was not observed, or by the
basic character of thallium oxide.
4.2.3. Transition Metals Oxides. The original hydrother-
mal syntheses of delafossite-type oxides involved the pro-
duction of the mineral delafossite (CuFeO2) by Emons59 and
its silver analogue (AgFeO2) by Krause.22 Subsequently,
Shannon, Rogers, and Prewitt generated both CuBO2 (B )
Cr, Co, and Rh) and AgBO2 (B ) Cr, Co, and Rh)
delafossite-type oxides at higher temperatures and pres-
sures.21 In this study, all the aforementioned delafossite-type
oxides were generated in addition to CuCrO2, CuMnO2, and
AgNiO2.
Chromium. Independent of the trivalent chromium oxide
source, at room temperature Cr3+-hydroxo complexes,
[Cr(OH)n]3-n, are the dominant aqueous species.66 The
solubility of Cr(OH)3 increases with both proton and to a
lesser degree hydroxide concentration,102 and Cr3+ ions in
alkaline conditions are stabilized by the formation of the
aqueous soluble Cr(OH)4- species. Therefore, while the basic
character of Cr(OH)3 is slightly more pronounced than its
acidic character, it behaves as a “weakly amphoteric”
hydroxide. At ambient temperatures and a 2.5 M NaOH
concentration used in the present syntheses, Cr(OH)4- has
an aqueous solubility of [Cr3+]  10-4 mol/L.102 Although
to our knowledge the quantitative alkaline, elevated tem-
perature solubility of Cr(OH)3 is unknown, the predominance
region for Cr(OH)4- in the elevated temperature Pourbaix
diagram for chromium-water increases with temperature,
indicating that the concentration increases.103 In contrast, the
reported solubility for Cr2O3 in alkaline media at 200 °C is
negligible (nanomolar).104 Thus, in the present study we find
that while both Cr(OH)3 and CrOOH react with Cu2O to
form phase-pure 3R-CuCrO2 (Figure 6) at 210 °C at a
moderate hydroxide concentration (>1.0 M), Cr2O3 did not
react under similar experimental conditions to form CuCrO2.
Based on these observations, the chromium oxide system is
found to behave similarly to the aluminous phase series,
demonstrating that although in general the various hydrated
metal oxides are amphoteric, a slow transition to the more
solublereactant phase limits the formation of the delafossite-
type oxide product.
CrOOH or Cr(OH)3, unlike other amphoteric transition
metal oxide hydroxides and hydroxides, does not react with
Ag2O to form AgCrO2, but rather these reactions generate a
large amount of silver metal. It has been proposed that, in
air at elevated temperatures (but below the decomposition
temperature of 300 °C), Ag2O undergoes slow dissociative
evaporation to molecular oxygen and free silver atoms, which
immediately condense as metallic silver.105 While Ag(OH)2-
remains stable in solution to react and yield silver delafossite-
type oxides with other trivalent transition metals (e.g., iron),
in the presence of Cr3+ ions, which can undergo oxidation
to Cr6+, a redox reaction occurs that accelerates the decom-
position of Ag2O to metallic silver and limits the formation
of AgCrO2. The yellow color of the FEP pouch water,
indicative of the formation of highly soluble CrO42- in
alkaline solutions, lends further support to the hypothesis
that a redox reaction occurred. Similarly, Ti2O3, Mn2O3, and
V2O3, other trivalent transition metal oxides, which also
readily undergo oxidation, also reduce the Ag2O to silver
metal. Thus, a B-site cation may exhibit amphoteric char-
acter, but silver delafossite-type oxide cannot be formed if
the soluble trivalent species can easily oxidize.
Manganese. In comparison to chromium and iron, few
solubility studies of manganese oxides at elevated temper-
ature have been reported, presumably due to the many
Figure 6. PXD pattern of the small crystallite 3R-CuCrO2 product. Scherrer
analysis yields a crystallite size of 150 nm, although the SEM image in
Figure 2d suggests a crystallite size ranging between 100 and 500 nm.
Calculated positions, both indexed and indicating relative intensities, are
shown for 3R-CuCrO2 (JCPDS #74-0983).
accessible oxidation states (II-VII) and solid oxides preva-
lent in this system. Divalent manganese hydroxide was
classified as “very slightly amphoteric” by Lewis and
Anthony; however, no data were collected for trivalent
manganese hydroxide.47 The discrete cluster model, which
is treated explicitly with density functional theory on the
absolute pKa of manganese cations in solution surrounded
by two hydration shells of water, predicts that waters
coordinated to aqueous Mn3+ more readily undergo depro-
tonation to form hydroxo complexes than Fe3+ species and
therefore are ranked more acidic.106 Consistent with the
expected increase in acidity for an increase in cation
oxidation state, the discrete cluster model also predicts that
the species containing trivalent ions of iron and manganese
are far more acidic than the species incorporating divalent
ions. Experimental measurements also support this model
since the measured concentration of Mn3+ ions at ambient
temperature in 3 M NaOH solutions, the lowest hydroxide
concentration reported, is [Mn3+]  10-3 mol/L, 3 magni-
tudes larger than the solubility of Fe3+ in a similar environ-
ment.107 An increase in the solubility of Mn3+ ions with
increasing hydroxide concentration correlates with the for-
mation of soluble [Mn(OH)n]3-n species.
Consistent with the appreciable amphoteric character of
Mn2O3, in the present study, phase-pure CuMnO2 results
from a straightforward reaction between Cu2O and Mn2O3
at 210 °C at a moderate hydroxide concentration (1.5 M).
CuMnO2 (also known as the mineral crednerite) does not
crystallize in either the 2H- or 3R-delafossite space group.108
All peak positions correspond to reflections of the monoclinic
phase C2/m (No. 12), with cell constants that match those
of JCPDS file #50-0860 (a ) 5.596 Å, b ) 2.880 Å, c )
5.899 Å, â ) 104.02°; Figure 7). The monoclinic structure
of CuMnO2 is closely related to that of delafossite, but the
expected Jahn-Teller distortion of Mn3+ breaks the 3-fold
symmetry along the hexagonal c-axis. CuMnO2, therefore,
possesses the same stacking of O-Cu+-O dumbbells and
slightly distorted edge-shared Mn3+O6 octahedra. AgMnO2
does not form in the reaction of Ag2O with Mn2O3, but rather
Ag2O is reduced to silver metal and Mn3+ is oxidized to
form a mixed valent (Mn3+/Mn4+) sodium manganate (Nax-
MnO2âyH2O) identified by PXD. Indeed, it was reported
previously that mixed valent sodium manganates (Mn3+/
Mn4+) are formed when MnO2 is subjected to a hydrothermal
reaction in the presence of a NaOH mineralizer.109
Iron. Owing to its ubiquitous environmental and industrial
chemistry, the aqueous corrosion and speciation chemistry
of iron has been investigated at both ambient and elevated
temperatures. Although ferric oxides do not readily dissolve
in basic solutions as do aluminum and gallium oxides, the
existence of Fe(OH)4- species in basic solutions is reported
in various elevated temperature solubility studies of ferric
minerals such as Fe(OH)3,110,111 FeOOH,112 and Fe2O3.113,114
Goethite (R-FeOOH), the most soluble ferric mineral at 20
°C, has a solubility in alkaline solutions (<2.5 M) on the
order of [Fe3+]  10-6 mol/L.112 While the solubility of
Fe(OH)4- is markedly less than that of other trivalent metal
species at room temperature, the solubility of the Fe(OH)4-
increases at a greater rate with increasing temperature over
other trivalent metal species (e.g., Al(OH)4- and Ga(OH)4-).
The enhanced dissolution rate for ferric oxides with increas-
ing temperature is attributed to their greater heat capacity,
which enhances their entropy and free energy with temper-
ature and therefore their solubility. While the exact value
varies slightly between literature sources, the average
reported solubility of Fe(OH)4- at hydroxide concentrations
comparable to these of the present syntheses (2.5 M) at
200 °C is [Fe3+]  10-4-10-5 mol/L.113
In the current study, FeOOH reacts with Cu2O or Ag2O
at 210 °C and moderate hydroxide concentrations (1.5 M)
to form CuFeO2 and AgFeO2, respectively; both products
consist of a mixture of 2H- and 3R-polytypes (Figure 8).
Lower hydroxide concentrations (<1.5 M) diminish the
purity of the CuFeO2, but not of the AgFeO2 product. In
addition, employing hematite (R-Fe2O3) as the iron oxide
reagent also results in AgFeO2 at moderate NaOH concentra-
tions (>1.0 M); however, unreacted Cu2O and Fe2O3
reactants are present in the 3R- and 2H-CuFeO2 products,
regardless of the hydroxide concentration (0.5-2.5 M).
Based on these observations, FeOOH proved to be a more
Figure 7. The PXD pattern of the CuMnO2 product has enhanced 00l-
ordered reflections consistent with preferred crystallite orientations along
the c-axis. Calculated positions, both indexed and indicating relative
intensities, are shown for monoclinic CuMnO2 (JCPDS #50-0860).
Figure 8. The PXD pattern of the AgFeO2 product consists primarily of
the 3R-polytype, with a small amount of admixed 2H-AgFeO2 polytype,
with the inset showing the region from 34.0° < 2ı < 36.0° where the most
intense peak of 2H-AgFeO2 (JCPDS #25-0765) appears, indexed as (101);
other observable 2H-AgFeO2 reflections are indexed as well. Calculated
positions, both indexed and indicating relative intensities, are shown for
3R-AgFeO2 (JCPDS #75-2147).
reactive iron oxide source in basic solution than R-Fe2O3.
Our observations on the synthesis of iron delafossites are
consistent with previous observations by Feitknecht et al. in
the synthesis of AgFeO2 from Ag2O and FeOOH in boiling
NaOH solution;115 they reported that the reaction rate
increases with hydroxide concentration, as does the solubility
of the various iron reagents (R, â, ç, versus ä-FeOOH).
Furthermore, in addition to planned syntheses,59 the mineral
delafossite (CuFeO2) previously has been evidenced and
reported as an unintentional precipitate in boiling water
reactors containing both copper oxides and iron oxides at
temperatures reaching 290 °C.116 Although the delafossite
product itself was not studied extensively, thermodynamic
data collected by the authors argue that under the experi-
mental conditions, where the aqueous stability regions of Cu+
and Fe3+ species overlap, CuFeO2 is more stable than the
constituent oxides, Cu2O and Fe2O3.
Cobalt. Compared with more common aqueous Co2+
species, little is known about aqueous Co3+ species in the
cobalt-water system because, in acidic and neutral aqueous
solutions, Co3+ ions are unstable and decompose at room
temperature with the evolution of oxygen and formation of
Co2+.37 Furthermore, most elevated temperature studies of
cobalt oxides solubilities do not consider pure Co3+ species
since the required experimental data are not available.117
However, when using Co(OH)3 and CoOOH sources under
alkaline conditions, Co3+ is stable and their solubility
increases with increasing hydroxide concentration. Specifi-
cally, at a hydroxide concentration of 3.0 M, the room
temperature solubility is [Co3+]  10-6 mol/L118,119 a
relatively low concentration that is consistent with cobalt
oxides exhibiting weak amphoteric character. As with other
transition metal cations, however, in elevated temperature
Eh-pH diagrams, the concentration of Co3+ species is
predicted to increase with temperature.120
CoOOH was used as the source of Co3+ in the present
study since we observed neither Co2O3 nor Co3O4 undergo
reaction with the A-cation oxides to form the desired product.
Both 3R-CuCoO2 and 3R-AgCoO2 form through a reaction
between CoOOH and Cu2O or Ag2O, respectively, at 210
°C in strong hydroxide solutions (2.5 M). Both the CuCoO2
and AgCoO2 products are not phase-pure, however, as they
contain significant quantities of Co3O4 at all hydroxide
concentrations (0.2-2.5 M). As expected, the CuCoO2
product contains more Co3O4 than does the AgCoO2 product,
consistent with the decreased solubility of Cu+ species versus
Ag+ species. The presence of Co3O4 in the product is not
surprising since, at elevated temperatures, the Eh-pH
diagrams for the cobalt-water system also predict that
although Co3+ species exist in solution they are metastable
and will eventually transform to the mixed valent spinel.
Similar to the original reported syntheses of AgFeO2 by
Krause,22 polycrystalline CuCoO2 and AgCoO2 have been
reported for a reaction between the monovalent oxide and
CoOOH in boiling NaOH solution.121 The CuCoO2 and
AgCoO2 generated from these reactions were not sufficiently
crystalline enough to be indexed by PXD and also contained
Co3O4. However, the authors did report that the pattern was
similar to the known pattern for CuFeO2. Later, another
reported reaction between silver metal and CoOOH at 330
°C and at 300 atm in 0.5 M NaOH for 48-72 h generated
a AgCoO2 product crystalline enough to be indexed by high-
resolution PXD.122 In the latter reaction, a mixture of both
the 2H- and 3R-AgCoO2 phases was observed.
Nickel. Owing to the use of nickel alloys in the high
temperature portions of nuclear power plants, the solubility
data for NiO and its corrosion products are extensive.
However, trivalent nickel oxides were not considered in these
studies because Ni3+ is unstable at ambient temperature, in
acidic and neutral aqueous solutions with respect to the
divalent cation. In elevated temperature Eh-pH diagrams
for the water-nickel system, however, the stability area of
“beta-phase nickel oxide” (trivalent nickel oxides) in alkaline
solutions was reported to increase with temperature.123 Based
on this report, the concentration of soluble Ni3+ species
should increase with increasing temperature, although the
authors comment that the calculated temperature dependence
of the stability areas of the “higher oxides of nickel” should
be viewed with a certain degree of caution until further
experimental evidence is available. Prior to the present
synthesis, however, the synthesis of AgNiO2 had been
reported via an aqueous reaction between NiOOH and Ag2O
in a strong KOH solution at room temperature.15 The PXD
for this room temperature AgNiO2 was characterized by very
broad diffraction peaks, which were indexed by the author
to the known 3R-delafossite AgCoO2 phase, invoking the
similar sizes of the Co3+ and Ni3+ ions. At 210 °C, the
reaction between NiOOH and Ag2O at a NaOH concentration
of 2.0 M in the present study yields phase-pure 2H- and 3R-
AgNiO2, as determined by PXD. Indeed, by increasing the
reaction temperature over the previous synthesis the crystal-
linity of the 3R-AgNiO2 product was significantly increased
(Figure 9). Under similar conditions, as expected, no CuNiO2
was observed since a redox reaction occurred between Cu2O
and NiOOH to form the divalent oxides, CuO and NiO.
Rhodium. Little has been reported on the aqueous solubility
of Rh2O3 and Rh(OH)3 because of the rarity and high cost
of the metal. Using both titrations and colorimetry measure-
ments, Ivanov-Emin et al. investigated the solubility of
hydrated Rh2O3 at room temperature and reported a maxi-
mum solubility of [Rh3+]  0.01 mol/L at a hydroxide
Figure 9. The PXD pattern of the AgNiO2 product consists of a mixture
of both the 00l-ordered (*) 2H- and 3R-polytypes. Calculated positions,
both indexed and indicating relative intensities, are shown for 2H-AgNiO2
and 3R-AgNiO2 (JCPDS #49-0666).
concentration of 11 M.124 At sodium hydroxide concentra-
tions similar to the present experimental conditions (<2.5
M), the solubility of Rh3+ is [Rh3+]  10-4 mol/L, a value
comparable to that of Sc3+ and consistent with rhodium
oxides being classified as weakly amphoteric. The solubility
of Rh(OH)3 results in the formation of both 3R-CuRhO2 and
3R-AgRhO2 at 210 °C and a hydroxide concentration of 2.5
M via reaction of Cu2O or Ag2O, respectively, with Rh(OH)3.
5. Conclusions
The formation of delafossite-type oxides accessed by a
single step, low temperature (<210 °C) and low pressure
(<20 atm) hydrothermal synthetic route has been examined.
Solubility data and Eh-pH diagrams for each metal oxide
afford phase-pure products and insight into why certain
delafossite-type oxides form and why a few others do not.
We observe that for a successful delafossite synthesis a
necessary condition is that both the component A-site and
B-site metal oxides reach a minimum solubility. Primarily,
this can be estimated from the acid-base character of the
metal oxide. Only metal oxides with some acidic character
dissolve and therefore form delafossite-type oxides; basic
metal oxides remained as insoluble trihydroxides. For metals
with weak acidic character, the mass yield of the delafossite-
type oxide product is increased with greater hydroxide
mineralizer concentration. With respect to reactant selection,
it is also important to avoid metal oxides that form a
passivating layer, which slows and/or prevents dissolution
of the reactant and therefore limits product formation. Indeed,
with each of these factors, the geochemical, environmental,
and corrosion science literature on aqueous metal oxide
chemistry are an invaluable resource to improve the under-
standing and synthetic utility of hydrothermal reactions and
to move away from empiricism.
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